Understanding the emergence of metabolic pathways is key to unraveling the factors that promoted the origin of life. One popular view is that protein cofactors acted as catalysts prior to the evolution of the protein enzymes with which they are now associated. We investigated the stability of acetyl coenzyme A (Acetyl Co-A, the group transfer cofactor in citric acid synthesis in the TCA cycle) under early Earth conditions, as well as whether Acetyl Co-A or its small molecule analogs thioacetate or acetate can catalyze the transfer of an acetyl group onto oxaloacetate in the absence of the citrate synthase enzyme. Several different temperatures, pH ranges, and compositions of aqueous environments were tested to simulate the Earth's early ocean and its possible components; the effect of these variables on oxaloacetate and cofactor chemistry were assessed under ambient and anoxic conditions. The cofactors tested are chemically stable under early Earth conditions, but none of the three compounds (Acetyl Co-A, thioacetate, or acetate) promoted synthesis of citric acid from oxaloacetate under the conditions tested. Oxaloacetate reacted with itself and/ or decomposed to form a sequence of other products under ambient conditions, and under anoxic conditions was more stable; under ambient conditions the specific chemical pathways observed depended on the environmental conditions such as pH and presence/absence of bicarbonate or salt ions in early Earth ocean simulants. This work demonstrates the stability of these metabolic intermediates under anoxic conditions. However, even though free cofactors may be stable in a geological environmental setting, an enzyme or other mechanism to promote reaction specificity would likely be necessary for at least this particular reaction to proceed.
Introduction
Little is known about the emergence of metabolic pathways on the early Earth, and it has been debated whether, and to what extent, proto-metabolic reactions resembled metabolic carbon fixation pathways observed in life today. In particular, the role of protein cofactors in the emergence of metabolism is uncertain. It is possible that pre-existing geologically catalyzed reactions were later completely replaced by protein-mediated pathways (Wächtershäuser 1988; Lazcano and Miller 1999) and/or, it is possible that some proto-metabolic reactions were originally catalyzed by cofactors (or prebiotically available analogs of cofactors) alone and later became associated with protein enzymes to drive the same reactions (White 1976) . In some cases, such as the Fe/Ni/S-electron transfer cofactors that function in enzymes of the Acetyl Co-A pathway (Dobbek et al. 2001; Can et al. 2014 ) the enzyme active sites may bear some similarities to a reactive geological (mineral) catalyst (Russell and Martin 2004; Nitschke and Russell 2013) . However, for organic group transfer cofactors such as Acetyl Co-A, their potential function or even stability in a prebiotic geological setting is unknown (Lindahl and Chang 2001) , though it should be noted that some metabolic intermediates that react or feed into cofactor-mediated pathways can be synthesized under prebiotic conditions Martin 2009, 2010; Wang et al. 2012; Springsteen et al. 2018) . Nonetheless, their reaction landscape (and thus their proto-metabolic usefulness) could be mainly directed by environmental conditions and geological oxidants/reductants, and the mechanism for transitioning from a prebiotic metabolic reaction to a more specific cofactor/protein mediated pathway is unknown.
We investigated the stability and reactivity of cofactors and metabolic intermediates relevant to fundamental, ancient pathways under conditions that simulate the early Earth. Specifically, we focused on reactions of oxaloacetate (OA) and acetyl coenzyme A (ACoA), which are involved in the conversion of OA to citric acid in the tricarboxylic acid cycle (TCA; Fig. 1 ). The TCA cycle is a network of 11 reactions that, when run in the reductive direction, fixes carbon dioxide to lead to the production of amino acids, chelators for transition metals, and five compounds that are standard universal precursors to all biosynthesis (Miller and Smithmagowan 1990; Smith and Morowitz 2016) . When run in the oxidative direction, the TCA cycle is used to convert organic compounds into reducing equivalents that facilitate otherwise unfavorable biosynthetic reactions or generate ATP via oxidative phosphorylation. Coenzyme A (CoA), a TCA cycle coenzyme of notable interest in the origin of life community (Morowitz et al. 2000; Russell and Martin 2004; Morowitz 2004, 2016; Goldman et al. 2012; Nitschke and Russell 2013) , assists citrate synthase in the first step of the oxidative TCA cycle in which it transfers an acetyl group to OA to form citrate. ACoA also serves as a second messenger and is an important metabolite for anabolic reactions, as a precursor to lipid synthesis, and is the sole source for acetyl groups in biochemical acetylation reactions (Choudhary et al. 2014; Pietrocola et al. 2015) . Due to its central role in current metabolism, many consider the TCA/rTCA cycle and its associated coenzymes to be ancient, or perhaps even to represent the origin of metabolic pathways (Sousa et al. 2013; Morowitz et al. 2000; Smith and Morowitz 2004) . There are various lines of evidence that the TCA cycle (and its chemical intermediates and cofactors) is ancient and may have played a role in the origin of metabolism. These include: the ability of ribozymes to synthesize CoA and provide coenzyme precursors (Dowler et al. 1970; Miller and Schlesinger 1993a, b; Keefe et al. 1995; Huang et al. 2000; Jadhav and Yarus 2002) ; the high likelihood that the last universal common ancestor was also able to synthesize CoA (Goldman et al. 2012) ; and the TCA cycle's central role in metabolism for both anaerobic and aerobic species (Nitschke and Russell 2013; Pietrocola et al. 2015; Smith and Morowitz 2016) . The TCA cycle is autocatalytic and energetically able to sustain organic reactions within the cycle (Miller and Smithmagowan 1990; Morowitz et al. 2000; Smith and Morowitz 2004) . It is also relevant that the FeS and (Fe,Ni)S centers that catalyze some biochemical reactions in enzymes (including ACoA) are similar to hydrothermal minerals that would have been present on the early Earth (Muchowska et al. 2017; Huber and Wachterhauser 1997; Russell and Hall 1997; Martin and Russell 2003; Russell and Martin 2004) .
Some previous studies have explored the possibility of TCA cycle intermediates and cofactors existing on the early Earth, and/or have attempted to simulate TCA cycle or Acetyl CoA reactions using different proposed minerals, oxidants/reductants, and metals to drive various reactions in the absence of enzymes. Some abiotic organic synthesis reactions are Fig. 1 The Tricarboxylic Acid (TCA) cycle (also called the Citric Acid Cycle and the Krebs cycle). Citrate is synthesized in the first step when citrate synthase catalyzes the transfer of an acetyl group from coenzyme A to oxaloacetate. In the direction shown above, citrate is gradually oxidized to form another oxaloacetate to which a new acetyl group is transferred. Chemical potential energy is stored by other group transfer cofactors, NADH, FADH 2 , and GTP/ATP during multiple steps in the pathway. The reverse pathway, the rTCA cycle, is a form of carbon fixation energetically favored in vent systems (see Amend et al. 2013 for a review) and indeed chemical studies have shown that pyruvate, carbohydrates, amino acids, lipids, nucleobases and metabolic intermediates can be synthesized under hydrothermal vent and early Earth ocean conditions (Cody et al. , 2001 McCollom 2013a, b) . TCA cycle intermediates have also been found in carbonaceous meteorites (Cooper et al. 2011) , and they can be generated in other environmental scenarios including UV radiation (Saladino et al. 2011) or organic redox reactions on transition metal catalysts (Huber and Wachterhauser 1997; Cody et al. 2000; Huber and Wächtershäuser 2006; Wang et al. 2012) . It has been demonstrated through modeling that that the TCA is the best possible design to oxidize acetate and yield ATP (Melendez-Hevia et al. 1996) , and that all eleven products of the TCA cycle likely existed on the early Earth (Morowitz et al. 2000) . Other studies show that early Earth ocean and hydrothermal conditionsincluding anoxic conditions, the presence of dissolved ferrous iron, and minerals such as metal sulfides, hydroxides and clayscould have constrained and/or driven reactions resembling TCA pathways (Naidja and Siffert 1990; Huber and Wächtershäuser 2003; Novikov and Copley 2013; Keller et al. 2014 Keller et al. , 2016 Barge et al. 2019) . Mineral photochemistry has been utilized to drive the conversion of OA to malate Martin 2008, 2009 ), fumarate to succinate, and oxoglutarate to oxalosuccinate (Zhang and Martin 2006; Zhou and Guzman 2016) , as well as lactate synthesis from glycolate (Guzman and Martin 2010) . Other conditions and reactants, though perhaps less geologically plausible, have also been proposed to drive TCA cycle reactions, such as very low pH, oxyanions, and/or native metal catalysts (Keller et al. 2017; Muchowska et al. 2017) . Related reaction cycles have also been proposed that may have constituted protometabolic TCA cycle analogs (Sagi et al. 2012; Butch et al. 2013; Zubarev et al. 2015; Springsteen et al. 2018) or precursors.
Exploring experimental conditions representing Earth's early ocean to study possible cofactor-mediated reactions (testing the function of organic cofactors in the absence of their associated proteins, but also in the absence of alternative geological catalysts) is an important addition to expanding this work concerning the early TCA cycle and ACoA. Investigating if ACoA (or its small molecule analogs, thioacetate (TA) or acetate (A)) can catalyze the transformation of OA to citrate in the absence of citrate synthase, under non-extreme plausible geochemical conditions, and in the absence of alternative geological catalysts such as metals or minerals, would provide insights into the early evolution of this fundamental metabolite.
Various chemical models have been proposed suggesting that the early Earth's ocean was acidic (~pH 5-7), and that waters emanating from hydrothermal vents were either alkaline (~pH 9-11) or acidic (~pH 2) (Kempe and Degens 1985; MacLeod et al. 1994; Sleep and Zahnle 2001; Halevy and Bachan 2017) . Temperatures of alkaline vents could have ranged from the cold seafloor to the warm vent interior, up to at least~70-90°C (Kelley et al. 2001 (Kelley et al. , 2005 . With this parameter set in mind, we selected a range of temperatures and pH values to assess experimental conditions across a range of possibilities for an early ocean and hydrothermal vents. The concentrations of ions and other species in our early Earth ocean simulant were based on a model (MacLeod et al. 1994 ) that proposes an alkaline, reducing environment within serpentinite hosted hydrothermal vents. Reactions were conducted under aqueous conditions in acidic (pH 5.3), neutral (pH 7.3), and alkaline (pH 9.3) salt solutions at varied temperatures (room temperature, 50°C, and 100°C). Upper and lower levels for the pH range were selected based on suggested theoretical values, and known chemical stability of our reactants. For example, ACoA is highly stable in acidic conditions, but hydrolyzes easily under strongly basic conditions. Salt and other chemical components were assessed individually and also combined in order to determine their role in promoting ACoA chemistry. By keeping chemical stability and realistic variable ranges in mind, we attempted to assess the chemical stability and reactivity of ACoA and TA with OA under simulated early Earth conditions. All chemicals were used as received from Sigma Aldrich and Fisher Scientific, and all aqueous solutions were made using Milli-Q water (18.2 MΩ·cm).
Materials and Methods

Acetyl-Coenzyme a Reactions with Oxaloacetate
ACoA (2 mg, 0.0025 mmol) and OA (3.33 mg, 0.025 mmol) were dissolved separately in pH 7.3, 5 mM sodium bicarbonate solutions representing a CO 2 -rich ocean. The OA was dissolved in 1000 μL of sodium bicarbonate solution while ACoA was dissolved in 400 μL. Once both chemicals were completely dissolved, 100 μL of the OA-containing solution was added to the 400 μL ACoA-containing solution with a stir bar, giving an overall 5 mM concentration for each of the reactants. (The pH was not adjusted further after adding the reactants; therefore the pH during the reaction is more acidic than 7.3 due to the acidity of OA.) The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point.
Thioacetate Reactions with Oxaloacetate
TA (1.76 μL, 0.025 mmol) and OA (3.33 mg, 0.025 mmol) were dissolved separately in 1000 μL of 5 mM sodium bicarbonate solution (pH 7.3). Once both chemicals were completely dissolved, 100 μL of each stock solution was added to the 300 μL of sodium bicarbonate solution in a new reaction vessel with a stir bar, giving an overall 5 mM concentration for each of the reactants. (The pH was not adjusted further after adding the reactants; therefore the pH of the reaction is more acidic than 7.3 due to the acidity of TA.) The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point.
Sodium Acetate Reactions with Oxaloacetate
We also tested the reactivity of acetate (A), the group that ACoA or TA could theoretically transfer to OA to drive citric acid synthesis. Sodium acetate (2.2 mg, 0.025 mmol) and OA (3.33 mg, 0.025 mmol) were dissolved separately in 1000 μL of 5 mM sodium bicarbonate solution (pH 7.3). Once both chemicals were completely dissolved, 100 μL of each solution was added to the 300 μL of sodium bicarbonate solution in a new reaction vessel with a stir bar, giving an overall 5 mM concentration for each of the reactants. The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zerotime point.
Control Reactions with Only Oxaloacetate
The reactivity of OA by itself was examined under our experimental conditions. The experiments performed included the standard reaction (detailed below), a varying bicarbonate concentration experiment (detailed in next experiment description), and a more concentrated study with 50 mM OA in 200 mM sodium bicarbonate solution.
Standard Reaction OA (3.33 mg, 0.025 mmol) was dissolved in 1000 μL of 5 mM sodium bicarbonate solution (pH 7.3). Once completely dissolved, 100 μL of solution was added to the 300 μL of fresh sodium bicarbonate in a new reaction vessel with a stir bar, giving an overall 5 mM concentration for each of the reactants. The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point.
Concentrated Study OA (33.3 mg, 0.025 mmol) was dissolved in 1000 μL of 200 mM sodium bicarbonate solution (pH 7.3). Once completely dissolved, 200 μL of solution was added to the 800 μL of fresh sodium bicarbonate in a new reaction vessel with a stir bar, giving an overall 50 mM concentration of OA. The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point.
Varying Bicarbonate Concentration
A range of sodium bicarbonate solutions with concentrations varying from 5 to 200 mM were also prepared to investigate concentration effects on OA and cofactor chemistry. Bicarbonate was chosen as an initial base source since it is one of the most highly concentrated components predicted in the early ocean environment due to a CO 2 rich atmosphere (MacLeod et al. 1994; Halevy and Bachan 2017) . The varying concentrations of sodium bicarbonate solution were used in place of the 5 mM concentration bicarbonate solution in the above experiments. All other procedural details were followed as outlined above. All salt solutions were prepared at the desired pH (5.3, 7.3, or 9.3) before addition of chemical reactants. Due to the acid base properties of the added reactants, the pH of the overall reaction mixture would initially drop to a more acidic value before slowly becoming more alkaline over time. The initial drop in pH was less severe with more concentrated salt solutions (200 mM and higher), but was still observed.
Reaction at Varying pH and Temperature in Other Salt Solutions
The ACoA, A, and TA reactions with OA were repeated using borate, phosphate, or sulfate ions in solution instead of bicarbonate. These salts were chosen because these compounds also may have been present in the early Earth ocean, and because they have varying degrees of acid/base properties. The above procedures with reactions involving ACoA, A, and TA were conducted at several pH values (pH = 5.3, 7.3, or 9.3) with adjustments made to buffer solutions by using sodium hydroxide and hydrochloric acid. All pH values were prepared with 5 mM solutions of boric acid, sodium sulfate, and sodium phosphate for use in the experiments described above. All of these solutions were substituted for sodium bicarbonate listed in the above reactions at the desired temperatures while following the rest of the reaction procedures outlined.
In addition to assessing the pH and temperature variation with borate, phosphate, and sulfate ions, the concentration of these ions was also assessed as for the sodium bicarbonate solutions. A concentration range of 5-200 mM was prepared for each salt and used in place of the 5 mM concentration described above. All other procedural details were followed as described for desired temperatures and pH values.
Reactions in Simulated Early Earth Ocean Solutions
ACoA, A, and TA reactions with OA were carried out in a simulant of early Earth ocean. Briefly, a simulated ocean solution was made using 0.2 M sodium bicarbonate, 0.0056 M sodium sulfate, 0.5 M sodium chloride, and 0.16 × 10 −2 M boric acid. Once all salts were dissolved in 50 mL, the pH was adjusted to desired ranges of 5.5 or 9.0 before diluting to 100 mL for final concentrations. The salts listed above were chosen from the suggested components listed in MacLeod et al. (1994) based on their solubility and relevance to the early Earth environment.
Similar procedures as above were followed for reactions, except that in place of sodium bicarbonate or salt solution, the simulated ocean mixture was used at desired pH (5.5 or 9.0). After all the reactants had been added to the simulated ocean, the pH was then adjusted to desired value (5.5 or 9.0), as addition of the reactants could cause a minor drop in the solution pH value. The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point. Samples from all time points were collected and stored frozen until they could be analyzed by liquid 1 H Nuclear Magnetic Resonance (NMR) spectroscopy. Simulated Early Earth ocean experiments were repeated both in ambient and anoxic conditions. All anoxic procedures were carried out in a N 2 filled glove box (PLAS-LABS Basic Glove Box). All reactions were kept contaminant free by using new, sterile, microcentrifuge tubes or glass vials for every reaction with sterile Millipore water. Once prepared, all reactions were allowed to stir for several hours to a few weeks depending upon the desired length of the reaction.
Reactions in Simulated Early Earth Ocean with Iron Hydroxide Minerals
ACoA, A, and TA reactions with OAwere carried out in a simulant of early Earth ocean but with the addition of iron hydroxides, which would have been common minerals in early Earth ocean and seafloor systems (Zegeye et al. 2012; Halevy and Bachan 2017) . Minerals were synthesized via the coprecipitation method under nitrogen atmosphere (Barge et al. 2016 (Barge et al. , 2019 : Iron(II) chloride tetrahydrate (181 mg, 1.34 mmol) and iron(III) chloride hexahydrate (181 mg, 0.67 mmol) were added to 5 mL of 0.05 M sodium hydroxide. The pH of the solution was adjusted to 9.3 before diluting the solution to 10 mL with water. The solution was allowed to stir 24 h to ensure all the dark gray to black solid was agitated vigorously in the aqueous solution. After 24 h, the solid was collected by centrifugation and removed from the basic solution. The solid was then resuspended in water and collected by centrifugation to rinse away excess basic solution. The water rinse was repeated twice more for a total of three rinses before collecting the solid a final time and resuspending in 5 mL of simulated ocean solution (that had been titrated to pH 5.5 or 9.0). The pH was re-adjusted to 5.5 or 9.0 after the mineral addition; then, the final solution was diluted to 10 mL.
The procedures described above for the ACoA, A, and TA reactions were followed for the simulated early Earth ocean plus iron hydroxide minerals, under nitrogen atmosphere. 125 μL of iron hydroxide mineral suspension was added to 375 μL mL of simulated ocean already containing dissolved reactants. The reaction mixture was then vortexed for 10 s to ensure complete mixture of the reaction prior to collecting the zero-time point.
Sample Preparation and Analysis
Samples from all time points were collected and stored at −20°C until they could be analyzed by liquid 1 H NMR spectroscopy. On some samples, for product identification, we also conducted liquid 1 H and 13 C NMR spectroscopy for Heteronuclear Single Quantum Coherence (HSQC) and Heteronuclear Multiple Bond Correlation (HMBC) NMR studies. All NMR samples were prepared by taking reaction aliquots and adding deuterium oxide (D 2 O) with 3-(Trimethylsilyl)-1-propanesulfonic acid sodium salt (DSS). In a typical sample preparation, 100 μL of reaction sample was added to 400 μL of D 2 O with 0.25 mM DSS. A standard Bruker pulse sequence for a 1-dimensional NOESY experiment (noesygppr1d) was employed with a standard Bruker parameter set, WATERSUP, supplied by Bruker as part of the Topspin 3.5.7 software release. The number of scans per spectrum was set at 64; all other parameters were left at their default values. The key default values were a sweep width of 21 ppm centered at the nominal chemical shift of water (4.7 ppm), acquisition time 1.95 s, delay of 2 s between scans. The resulting data was analyzed in the NMR processing program MestReNova. The baseline and reference were adjusted to place the peak of the DSS/D 2 O standard at zero ppm.
Thermodynamic Calculations
Values of Gibbs energy, ΔG r , were calculated using
where ΔG 0 r and Q r refer to the standard molal Gibbs energy and the reaction quotient of the indicated reaction, respectively; R represents the gas constant; and T denotes temperature in Kelvin. Here, values of ΔG 0 r are calculated using the revised-HKF equations of state (Helgeson et al. 1981; Tanger and Helgeson 1988; Shock et al. 1992) , the SUPCRT92 software package , and thermodynamic data taken from (Shock and Helgeson 1990; Canovas III and Shock 2016) . Values of Q r were calculated using
where a i stands for the activity of the ith species and v i corresponds to the stoichiometric coefficient of the ith species in the reaction of interest. Molalities of the ith species, m i , were converted into activities using individual activity coefficients of the ith species (γ i ),
Values of γ i were in turn computed as a function of temperature and ionic strength using an extended version of the Debye-Hückel equation (Helgeson 1969) .
Results
Under the conditions tested here, ACoA, TA and A are unable to complete the transfer of the acetyl group to form citrate (Fig. 2) . Products were sometimes formed and this was accompanied by a decrease in the OA peak, but the "cofactor" peaks (ACoA, TA, and A) did not decrease, indicating that products are likely due to OA breakdown and the cofactor analogues are not participating in the reaction. Two other products seen in 1 H NMR, referred to here as Quartet 1 (Q1) and Quartet 2 (Q2) were sometimes observed during the course of the reactions. Results of all experiments are summarized in Table 1 .
Plus signs indicate that two products, indicated as Quartet 1 and Quartet 2 were observed during the course of the reaction observed over 8 h; minus signs indicate that no reaction (no change in the 1 H NMR spectra) was observed after 8 h. The pH in these experiments dropped initially when reactants were added followed by a slow increase as the reactions progressed. However, Early Earth ocean simulant studies were adjusted to the indicated pH after reactants were added. (AcoA = Acetyl Co-A; OA = oxaloacetic acid; TA = thioacetic acid; A = acetate.)
Reactions Carried out in 5 mM Sodium Bicarbonate Solution
In reactions performed with ACoA (at room temperature, at 9.3) in 5 mM bicarbonate solution, the 1 H NMR spectra after 8 h did not show the expected peaks for transfer of the acetyl group to OA (Fig. 3) . When ACoA becomes CoA, a triplet for the CH 2 group bonded to the sulfur should shift from 2.95 ppm to about 2.5 ppm, and the singlet at 2.33 ppm representing the acetate group on acetyl-CoA would disappear. These shifts would also be observed if the ACoA was breaking down in solution and generating free acetate, which would also be evident in the NMR spectra as a peak at 1.9 ppm. If citrate was synthesized, a quartet would be expected around 2.9-2.5 ppm depending upon pH. However, none of these changes were observed, indicating that the ACoA is not only stable under our reaction conditions, but that the acetyl group transfer is not being completed to generate citric acid. However, although citrate formation did not occur, there was an AB quartet (where two protons have similar chemical shifts but are not chemically equivalent) appearing in the spectra around the same formation and position that would be expected for citric acid (Fig. 3, red box) , referred to here as Quartet 1 (Q1).
The formation of Q1 was also observed in A and TA reactions with OA. Q1 appeared most frequently under the more basic conditions over time (when reactants were added to bicarbonate solutions of pH 7.3 and 9.3) compared to reactions where the bicarbonate solution started at pH 5.3 ( Figs. 3 and 4) . The appearance of Q1 was also always accompanied by a depletion of the OA starting material at 2.37 ppm; however, a corresponding depletion in TA at 2.43 ppm, A at 1.9 ppm, or ACoA at 2.45 ppm was never observed. As the reaction progressed, a new quartet (Quartet 2, referred to here as Q2) formed at about 3.2 ppm, which was accompanied by a methyl group peak at 1.22 ppm and the formation of pyruvate (indicated by the singlets at 2.33 and 1.45 ppm) (Fig. 4) . The appearance of Q2 occurred with the decrease in intensity of Q1, suggesting that Q2 formed from the breakdown of Q1. In all reactions assessed, this pattern of Q2 forming as Q1 deteriorates was always observed. The transition from Q1 to Q2 was not observed with reactions that were heated, and no quartets were observable at t = 0 measurements before heating; this could indicate that heat was speeding up any transition and breakdown process that was occurring.
The bicarbonate concentration studies from 5 to 200 mM demonstrated Q1 and Q2 forming in the same manner as 5 mM studies shown in Figs. 3 and 4 . First, Q1 formed quickly, followed by Q2 as the NMR peaks for Q1 decreased in intensity. As the concentration of bicarbonate increased, the conversion from Q1 to Q2 appeared to slow down in the NMR spectra, suggesting that higher concentrations of the salt solution may have been stabilizing Q1. These observations were true for ACoA, TA, and A reactions. All results indicating formation of Q1 and Q2 are summarized in Table 1 , but do not indicate the potential stabilization of Q1 over Q2 at high salt concentrations in the summary.
Reactions Carried out in Other Salt Solutions or Early Earth Ocean Simulant
The results of reactions carried out in salt solutions of borate, phosphate, or sulfate are summarized in Table 1 . Overall, the observations were the same as those outlined in the Fig. 3 1 H NMR spectra for reactions performed at room temperature with 5 mM bicarbonate solution over 8 h at pH 9.3. The NMR spectra to the right focuses on the red box region of interest (2.4-3.4 ppm) from the full spectrum, which shows two quartets at about 2.55 and 3.22 ppm that are not citric acid Fig. 4 The 1 H NMR spectra for a TA reaction with OA with starting pH 7.3 in 5 mM bicarbonate solution over 8 h at room temperature. The spectra on the right focus on the red box region of interest (2.45-3.4 ppm), which shows the fast formation of Quartet 1 as it transitions into Quartet 2. Pyruvate formation (2.33 and 1.45 ppm), and the methyl group corresponding to Quartet 2 (1.35 ppm) can be observed in the spectra to the left 5 mM bicarbonate solution reactions, but with varying degrees of observations of Q1 and subsequently, Q2. However, some reactions carried out in Early Earth ocean simulants yielded different results.
In pH 5.5 experiments of TA and OA in ambient ocean solutions (Fig. 5 ), Q1 at 2.55 ppm and Q2 at 3.22 ppm were observed to form around the same time (appearing around t = 0 with Q2 in lower intensity than Q1). Given the previous observations that in bicarbonate solutions Q1 formed first followed by Q2, observing both peaks together so early in the early Earth ocean simulant reactions may indicate a more rapid conversion from Q1 to Q2 under those conditions. Meanwhile, pH 9.0 experiments with TA and OA showed only the formation of Q1 strongly, indicating a stabilization of Q1 over Q2 instead of a more expedient conversion from Q1 to Q2 as in the lower pH experiments (Fig. 5 ). By comparison with other results at 5 mM, Q1 formed early in the reaction (t = 0) and Q2 began forming around t = 4 h. In the early Earth ocean simulant case, a clear indication of Q2 formation was not seen after 8 h of reaction. This delay in Q2 formation, while different from singular salt solutions at 5 mM concentration, did follow the trends observed for high salt concentration studies. The simulant early Earth ocean had more than 200 mM of salt ions present, so the rather high concentration of various salt ions together could have had a stabilizing effect on Q1. Also, considering that the pH of these reactions was adjusted to the desired values after all the reactants were dissolved in the ocean solution, this would suggest that a more alkaline environment favored the first product Q1, while a more acidic environment favored formation of Q2 in addition to salt ion concentration effects.
In the same reactions performed under a nitrogen (anoxic) atmosphere, with or without the addition of iron hydroxide minerals, neither Q1 nor Q2 was observed. This would suggest that oxygen presence is important for the formation of Q1 and Q2.
Characterization of Quartets 1 and 2
While Q1 falls within the expected range and peak shape for citric acid in 1 H NMR spectra, we determined that it is not citric acid. Additional testing to support this conclusion included assessment through spiking reaction samples with pure citric acid for NMR analysis, GC-MS, citric acid stability studies, and 2D NMR spectroscopy studies. Spiking experiments were carried out by first taking a 1 H NMR spectrum of the reaction sample, spiking with citric acid, and collecting a second 1 H NMR spectrum. If citric acid was indeed present, then Q1 would grow in peak intensity after the addition of pure citric acid. This increase of peak intensity was not observed, but instead two distinct quartets were present in the second spectrum. Studies where citric acid was treated to the same conditions as the desired reaction did not show breakdown at all compared to the two mystery products (Q1 and Q2) forming in our other reactions, indicating that if citric acid were forming that it would be stable enough to identify in the collected reaction samples. Processing the reaction samples with GC-MS also indicated that citric acid was not present in the sample at all.
2D NMR spectroscopy studies not only confirmed that citric acid was not present in the reaction samples, but gave valuable structural information about Q1 and Q2 that arose over the course of the reaction (Fig. 6) . In Fig. 6A and B , the HSQC NMR spectra show the difference between a reaction sample (6A) and the same sample spiked with pure citric acid (6B). In the spiked spectrum, two sets of peaks can clearly be seen between 2.6-2.8 ppm, when compared to the single set in the unspiked sample at 3.0-2.7 ppm. The original reaction sample appeared at a different location after spiking the samples due to pH shifts in the sample, which would account for the different locations of the Q1 for direct comparison. Adding citric acid to the sample could drive the pH lower, which would shift all the peaks to the right, or closer to zero in the 1 H NMR spectrum. This comparison indicates that the observed Q1 is not citric acid.
These 2D NMR studies were selected because they can correlate the 1 H NMR spectrum peaks to specific resonances observed in the 13 C NMR spectra in order to better understand the structure of Q1 and Q2. Figure 6C and D show a HMBC and HSQC spectra for a reaction of OA and A in 5 mM bicarbonate solution at pH 7.3, showing the OA breakdown in 5 mM bicarbonate solution at pH 7.3 that is most likely causing the observations of Q1 leading to Q2 formation in Fig. 4 . The spectra for these two studies indicate that the structure of Q2 in the reactions at the 3.1-3.3 ppm range most likely contains a CH 2 group indicated by the correlation at 51.7 ppm in the HSQC spectrum and due to the presence of an AB quartet pattern in the proton spectrum (6D), a carboxyl from the HMBC correlation at 182.03 ppm, a quaternary carbon from the HMBC correlation at 73.92 ppm, and a methyl group from the proton peak at 1.22 ppm being correlated to some of the previously listed peaks. This identifies four unique carbons in the structure, which a possibility of up to eight carbons in the structure due to symmetry. Overall, this indicates that Q2 has distinctive structural features that are very different from citric acid. Figure 7 shows a 2D NMR HMBC spectrum focusing on Q1, for a reaction with 50 mM OA in 200 mM bicarbonate solution at pH 7.3 (a larger bicarbonate concentration was used in order to increase the concentration of Q1 to acquire better 2D spectra). The HMBC data for Q1 did not reveal a complete structure. However, it seems likely that Q1 is an adduct (i.e. a product of a direct addition of two or more molecules) of OA and not citric acid (Fig. 7) . OA is a four-carbon molecule and the AB protons present in the structure show long range 1 H-13 C coupling in HMBC spectra to all of the other carbons. Two of these would be carboxyls (~180 ppm) and the third would be a ketone (~200 ppm). According to the HMBC spectra for Q1, it is a four-carbon molecule that shows long range coupling to three other carbons similar to OA, and two of these carbons are carboxyls, which is indicated by the chemical shifts at about 180 ppm. However, the final two carbons do not contain a ketone. There is a carbon signal at 74 ppm that could have been the ketone before it reacted, and now appears to be quaternary with a bond to a singly bonded oxygen. The fourth carbon at 46 ppm is more difficult to discern, as the protons on this carbon (at 3.2 ppm) have some overlapping of what Fig. 7 The 2D NMR HMBC spectrum focusing on Q1 could be a CH 2 and CH group. Based on all this, the best deduction for a structure of Q1 would be: HOOC-CH 2 -(C(OH)CHXX)-COOH, where CHXX could have 1 or possibly 2 additional protons on it.
Gibbs energies, ΔG r , of the formation of citrate from A and OA at the experimental conditions given in the Materials and Methods section are shown in Fig. 8 . It can be seen that this reaction is exergonic at all pH values at room temperature and at all temperatures for pH values 5.3 and 5.5. The reaction is not thermodynamically favored at 50 and 100°C at the higher values of pH. For all values of pH, higher temperature disfavors the reaction.
Discussion
Many have hypothesized the importance and antiquity of the TCA cycle to help catalyze the emergence of life on the early Earth. To the best of our knowledge, this work is the first to directly test the ability of ACoA and its small molecule analogs to perform citrate synthesis outside of the cellular environment, without enzymes and under conditions likely to be found on the early Earth. All our results indicate that OA is prone to undergoing decarboxylation chemistry or another process, and producing other species instead of being converted to citric acid via the non-enzymatic ACoA pathway under the conditions assessed. This is evident by the formation of two quartet species over the reaction course in the NMR spectra, neither of Fig. 8 Gibbs energies, ΔG r , of the formation of citrate from A and OA as a function of temperature at the experimental conditions given in the Materials and Methods Section. The numbers inside the plot next to the curves refer to values of pH. Due to changing speciation of citrate with pH, the reaction stoichiometry is different at the more acidic conditions, pH 5.3 and 5.5. That is, the reaction at pH 7.3 and above is C 2 H 3 O 2 − + C 4 H 2 O 5 2− ➔ C 6 H 5 O 7 3− , while at pH 5.5 and below it is C 2 H 3 O 2 − + C 4 H 2 O 5 2− + H+ ➔ C 6 H 5 O 7 2− which is citric acid. If we were indeed forming citric acid, it would be a stable species under these conditions and not show degradation over time, as Q1 does. The reactions to form Q1 and Q2, when they do occur, do not appear to involve the cofactor ACoA or its small analogs TA or A; thus we hypothesize that Q1 and Q2 are due to OA reacting with itself or breaking down. The transition from Q1 to Q2 was not observed with reactions that were heated, and no quartets were observable after t = 0 measurements before heating. Perhaps the heat was speeding up any transition and breakdown process that were occurring.
Q2 in particular has distinctive structural features that are very different from citric acid, and is likely a product of OA breakdown chemistry. Over the past 60 years, several researchers have noted that OA undergoes a variety of chemical reactions on its own. Kumler et al. (1962) reported that while studying the enol and keto forms of pure OA, the NMR spectra contained several peaks that were unaccounted for, indicating other species were forming in solution over time. The decarboxylation of OA to pyruvate has also been observed, in addition to the other ions and species observed while studying the keto and enol forms of OA in solution (Kokesh 1976; Cocivera et al. 1977; Buldain et al. 1985) . Some have even reported that OA can form citric acid through connections with its decomposition pathways, e.g. forming citroylformic acid which decarboxylates to form citric acid, or by reacting OA with pyruvate (Wiley and Kim 1973; Cooper et al. 2011) .
At this point it is still unclear exactly what formed in the chemical reactions studied, however, the key point is that OA was likely undergoing chemical reactions on its own under early Earth conditions and in the absence of an enzyme or other catalyst. Control experiments performed with both OA and citric acid also show two distinct sets of peaks, with one pair disappearing over time. The citric acid remained stable, which is further evidence that the quartets we are seeing are not due to citric acid (SI Fig. S32 ). Perhaps the competing chemistry of OA is too strong of an opponent for citric acid formation via an ACoA reaction pathway, or maybe the observed OA side chemistry is a result of the citric acid formation not being able to proceed at all. Either way, further investigation is necessary both experimentally and through modeling to understand which pathway is more likely.
Our results are not surprising based on the chemical reaction undertaken by ACoA and citrate synthase to achieve citrate synthesis, also known as a Claisen condensation. Claisen condensations are carbon-carbon bond formation reactions that occur between two esters or another carbonyl containing species and an ester. During typical organic chemistry synthesis, these reactions usually require bases like sodium ethoxide to achieve successful results. In addition, selection of the base is not only important for the base strength, but also to selectively react with desired species in order to help catalyze the reaction. In our synthetic case, we were limited in our chemical ability by what materials were most likely present on the early Earth. This means that we did not typically have strong enough bases to catalyze the reaction dissolved in the early Earth ocean environment, as bicarbonate is considerably less basic than species like sodium ethoxide. Additionally, there are stability considerations for our starting materials of ACoA and OA. If the two starting materials were in too basic of an environment near a hydrothermal vent, decomposition would likely take place. OA will decarboxylate to pyruvate, while ACoA could hydrolyze rapidly in warm basic environments. Acidic conditions can be stabilizing for these two starting materials, but it could also be too stabilizing for the desired chemical reaction to take place. The environmental conditions have a powerful effect on the reactions of OA; for example, we observed that OA is stable under anoxic conditions but reacts to form Q1 and Q2 under ambient atmosphere;
and that pH and bicarbonate concentration, two parameters that would vary according to changing atmospheric pCO 2 (Halevy and Bachan 2017), were also a factor. The simplest interpretation of our experimental results is that OA is oxidized rapidly when oxygen is present, but under early Earth conditions, this transformation does not occur. Anaerobic conditions are required to stabilize citric acid cycle compounds, regardless of the combination of pH and bicarbonate concentration.
Even in our relatively well-controlled reaction system, there are various competing chemistries that could be hard to overcome in order for the 'desired' prebiotic TCA cycle reaction to occur. Enzymes can act to catalyze reactions, accelerate particular pathways over others, and might also provide a reaction condition that is not present in simple aqueous solution: for example, citrate synthesis is an example of an enzyme-driven reaction where physical proximity of reactants might become a factor. The active site of citrate synthase has a "catalytic triad" of amino acid residues that transfer the acetyl group from ACoA onto its reactant. In addition to anaerobic conditions to stabilize TCA cycle compounds, perhaps some mechanism is needed to keep the cofactor / acyl group donor and OA in place in order for this transfer to occur. An enzyme provides one mechanism for condition control; other possible mechanisms may include membrane encapsulation, or confining reactions within mineral pores, interlayers, or surfaces. Since the emphasis of this current work was on the aqueous chemistry in the early Earth ocean environment, future work should include a more thorough assessment of minerals that could have been present in early seawater or seafloor environments. Minerals have already proven to be instrumental in possible amino acid synthesis (Barge et al. 2019; Matrajt and Blanot 2004; Lambert 2008; Vieira et al. 2011 ) and may also be capable of assisting cofactor-driven citrate formation in realistic early Earth conditions. Mineral surfaces can help promote stereochemistry, basicity, and ability to concentrate key chemicals, and could be an ideal addition to exploring the role of cofactors in prebiotic citric acid cycle chemistry.
Conclusions
This work directly tests the ability of the cofactor ACoA and its small molecule analogs to perform proto-enzymatic reactions for citrate synthesis outside of the cellular environment and under conditions found on the early Earth. Under the conditions tested, the cofactor ACoA and its small molecule analogs TA and acetate (A) did not promote the chemistry to convert OA into citric acid. Of the products that were generated, neither of them was citric acid, and these products were likely due to OA reacting with itself or degrading. This observation is not unusual as many have observed OA exhibiting competing chemistries in aqueous solution, which could be hard to overcome for the desired prebiotic reactions to occur. It also indicates an unexpected strength of competing chemistries, how well the early Earth's ocean could stabilize or destroy cofactors or their substrates, and the difficulty of aqueous enzymatic reactions without an active site to direct chemical reactions. We did observe that OA was stable in anoxic conditions, suggesting that perhaps early Earth's oxygen-free atmosphere and ocean would be a critical factor for stabilizing some of these metabolic intermediates long enough (and suppressing side reactions) for proto-metabolic reactions to occur. Further investigations of cofactors with minerals could assist to overcome the competing chemistries, and further define the capabilities of cofactor chemistry in the early Earth environment.
